The conductivity of lanthanum ferricyanide in water has been measured at 18, 25 and 30° C. In dilute solutions the salt shows the behaviour of a comparatively weak electrolyte, and when the limiting Debye-Huckel and Onsager equations are applied to thirty measurements at ionic strengths lower than 0-002, a constant v a lu ed = 1-82 x 10"4 is found for its dissocia tion constant at 25° C. The dissociation constants at 18 and 30° C have also been calculated, and hence AH, AO and AS for dissociation.
The object of this work was to add to existing knowledge of aqueous salt solutions by studying the conductivity of a ter-tervalent electrolyte. Lanthanum ferricyanide was chosen as being a typical salt, not subject to hydrolysis in dilute solutions, and with a reasonable solubility.
P r e p a r a t io n a n d c o m po sit io n o f t h e h y d r a t e
Lanthanum oxide was purified by three times precipitating the oxalate from neutral solution and igniting the well-washed oxalate at 950° C. I t was then dissolved in the stoichiometric quantity of dilute hydrochloric acid, and the solution filtered, cooled and diluted to give a concentration of 1 g. La20 3 per 25 ml. solution (cf. Prandtl & Mohr 1938) . The calculated volume of cold saturated potassium ferri cyanide solution, prepared from the recrystallized salt, was added, and the solution allowed to stand in the dark. Crystallization was complete after 4 days, and the crystals were drained off, washed with cold water, and allowed to stand in a desic cator over a partly dehydrated specimen of the salt. Constant weight was attained after 6 weeks.
The composition of the crystals was determined by estimating the ferricyanide content iodometrically, as recommended by Kolthoff (1922) . Two separate samples gave mean results of 100-20 and 99-94 % LaFe(CN)6,5H20 , and this formula was therefore adopted (m = 440-89). Prandtl & Mohr give the formula of the salt as LaFe(CN)6,4 |H 20 ; their salt was dried over concentrated sulphuric acid. Grant & James (1917) . who also prepared the salt, do not give their method of drying but state th at the composition is 'practically in agreement w ith ' the formula LaFe(CN)6,4H20. To discover whether these discrepancies are due to the method of drying we allowed two samples of our salt to stand over concentrated sulphuric [ 116 ] acid in a vacuum desiccator. They steadily lost in weight, and an apparent equi librium was reached after 1 month, when the final weights were 96-16 and 96-11 % of the respective original weights. This is consistent with dehydration from LaFe(CN)6,5H20 to LaFe(CN)6,4H20 , which would require a decrease to 95-92 % of the original weight.
E x p e r im e n t a l m e t h o d s
The conductivity measurements were made with the apparatus and technique previously described (Davies 1937) . Temperatures were checked by two thermo meters calibrated at the National Physical Laboratory. Conductivities were measured a t two or more frequencies. For the most dilute solutions a Hartley & B arrett cell with 'greyed' platinum electrodes was employed; this was standardized by carrying out several series of measurements with potassium chloride a t concentrations extending up to one-thousandth normal, and comparing the results of these with conductivities calculated from the interpolation formula A = 149*92 -93-85(7* + 50(7 (Davies 1937) . For the more concentrated solutions cells of the Washburn type were used, modified as recommended by Jones & Bollinger (1931) . These were calibrated by means of Jones & Bradshaw's (1933) value for 0-01D potassium chloride at 25° C.
The density of the crystals was determined for the purpose of buoyancy correc tions, and found to be 2-045 a t 25° C. Marsh (1947) has recently reported the value 2-044. Density measurements were also made for the more concentrated solutions studied, using 5 ml. pyknometers of the Sprengel type. W ithin the needed accuracy the densities a t 25° C are represented by the equation df5 = 0-99707 + 0-090(7, C being the equivalent concentration.
The measured conductivity was corrected in every case for the conductivity of the solvent, allowance being made in the correction for interionic attraction effects (Davies 1929) . The corrected results are in figure 1 and in tables 1, 2 and 3. Tables  1 and 2 give all our measurements at 18 and 30° C, but, to save space, interpolated values are given in table 3 for the more dilute solutions at 25° C.
D il u t e s o l u t io n s a t 25° C
At 25° C an independent value of the conductivity at infinite dilution may be calculated from the relation A0LaCl3-t-A0K 3Fe(CN)6 -A0KC1 = A0LaFe(CN)6. Unfortunately, there is a considerable uncertainty in the result of this calculation, mainly on account of the long extrapolation involved in obtaining the lanthanum chloride value from Jones & Bickford's data (1934); Owen (1939) derived the value 145-8, whereas Hartley & Donaldson (1937) , from the same data, obtained a value more than a unit lower. An independent A0 value is of advantage, however, in a preliminary discussion of the results, and we will temporarily combine Owen's value for lanthanum chloride with Hartley & Donaldson's figure A0 = 174-4 for potassium ferricyanide, and A0 = 149-9 for potassium chloride (Davies 1937) to give the approximate value A0 = 170-3 for lanthanum ferricyanide. We derive a value from our own measurements later.
Conductivity of lanthanum ferricyanide
In figure 1 are plotted all our measurements below one-thousandth normal. The figure also shows the line predicted for the completely dissociated salt by Onsager's equation which, using the physical constants given by Birge (1941) , takes the form A = 170*3 -918-3(7*. I t will be seen th at the experimental conductivities can only be reconciled with the limiting value, and with the theoretical limiting slope, by attributing to the salt a conductivity curve of the type characteristic of weak electrolytes. We have accordingly treated the data in the way now commonly applied to weak acids (Davies 1927) . The degree of dissociation is calculated from the equation ot = A/[170-3-918*3x/(a (7) dissociation constarit, K ' = a 2(7/3(l -a), derived in this way, is plotted in curve 1 of figure 2 against the square root of the ionic strength ( -3 The line through the points is drawn with the slope required by the limiting Debye-Hiickel equation -l°g/± = 9-164/*, and the agreement with experiment is very good except at the lowest concentrations (m< 0-00005), where the slight falling away of the experimental points can be fully explained by the possible error in the A0 value used. If, therefore, the ions of this ter-tervalent salt obey Onsager's equation at high dilutions, as was assumed in calculating the degrees of dissociation, then they also obey the DebyeHuckel limiting equation. Doubts have been expressed of the applicability of the limiting equations to highly charged ions, but clearly the probability here is th at both equations are obeyed, as they are by ions of lower charge, though over a more restricted concentration range. That the points shown in figure 2 lie on straight lines up to the highest ionic strength shown (0-002) does not imply th at the limiting equations hold accurately up to this value; rather it may be supposed that the higher terms omitted from both of the limiting equations counterbalance one another closely in this concentration range, just as do the whole mobility and activity corrections in the Arrhenius treatm ent of a sufficiently weak electrolyte. 
D il u t e s o l u t io n s a t 18 a n d 30° C
At 18 and 30° C we have no way of calculating A0 independently of our own experiments. However, the results a t 25° C show th at a normal dissociation equi librium holds good, and Davies (1933) and Fuoss & Kraus (1933) have given methods of extrapolating the experimental results for an incompletely dissociated electrolyte. We have used the former's method, which gives the best fit of the experimental T a b l e 1. E q u iv a l e n t c o n d u c t iv it y a t 18°C points on the assumption th at the limiting Onsager and Debye-Hiickel equations simultaneously apply to these dilute solutions. The values obtained are: a t 18° C, A0 = 144-1; a t 30° C, A0 = 188-0. Apparent dissociation constants were next calculated, as was done a t 25° C, and the logarithms of these plotted against the square root of the ionic strength. In both cases agreement with the theoretical Debye-Hiickel slope was very satisfactory. Finally, values of the thermodynamic dissociation constants were calculated for each individual point, and these are given in the last columns of tables 1 and 2. The mean values are: at 18° C, K = l-980x 10~4, and a t 30° C, K -l-726x 10-4, the average deviation from the mean, at each temperature, being 0-01 x 10-4. I n t e r c o m p a r iso n o f t h e r e s u l t s a t 18, 25 a n d 30° C I t has been mentioned th at the independent A0 value a t 25° C is subject to con siderable uncertainty. Before comparing our results at 25° C with those a t the other two temperatures it was therefore necessary to derive a more precise A0 value from our own measurements. This has been done in three ways:
T a b l e 2. E q u iv a l e n t c o n d u c t iv it y a t 30° C
(1) by using the extrapolation method suggested by Owen (1939) , which has been applied successfully to other electrolytes in which ion-association is marked;
(2) by extrapolating in the same way as a t 18 and 30° C; (3) by interpolating from the results a t 18 and 30° C. The equation of Johnston (1909) should hold very accurately over this short temperature range, and the values a t 18 and 30° C give the constants in this equation as A0 = 1-83100'9595, where < f> is the fluidity of water.
All three methods give the value A0 = 168-9, corresponding to a mobility of the lanthanum ion, a t 25° C of 68-1. Using this value instead of 170-3, calculation gives curve 2 of figure 2, in place of curve 1, and the dissociation constant at 25° C becomes l-825x 10~4± 0-015 x 10-4. By inserting our three dissociation constants in the van't Hoff isochore, assuming constancy of A Ho ver these small temperature intervals, we derive the AH = -2-O jkcal. between 18 and 25° C, -2 -0 3kcal. between 25 and 30° C, and -2-0akcal. between 18. and 30° C. We further obtain A G^^ = 5094 cal., and A$298-i = -23*9 e.u. for the dissociation process. An interesting feature of these results is th a t the values found for AH and A S are comparatively small; although the range studied is insufficient to give a reliable figure for ACp it seems clear th a t this also has a small value. The formation of an ion-pair, therefore, does not seem to involve a very drastic alteration in the large hydration energy of the lanthanum ion.
The same conclusion is reached when the results are examined in the light of the ion-association theory of Bjerrum (1926) . When our dissociation constants are inserted in Bjerrum 's equation the values obtained for the closest distance of approach of the ionic centres are: a t 18° C, 7-23A; a t 25° C, 7-20A; and a', 30°C, 7-20A. The quantitative accuracy of the Bjerrum treatm ent can be questioned on several grounds; nevertheless, the value obtained does suggest th a t a t least one molecule of water is included in the effective radius of the lanthanum ion. Moreover, the constancy of the mean ionic diameter shows th a t Bjerrum 's electrostatic tre a t ment, employing the normal dielectric constant of water, is adequate to explain the temperature dependence of the dissociation constant.
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M o r e c o n c e n t r a t e d s o l u t io n s
Measurements a t 25° C, extending almost to saturation, are shown in table 3 and in curve 1 of figure 3.
T a b l e 3. E q u iv a l e n t c o n d u c t iv it ie s a t 25° C The curve is quite unlike those of weak uni-univalent electrolytes in the way th a t it flattens out at moderate concentrations; between 0*025 and 0*05n the conduc tivity decreases by less than three units. Now the equivalent conductivity curve is governed by two factors, changes in ionic mobilities due to interionic forces, and changes in the extent of ion-association; the latter, if governed by a mass-action equilibrium, depends in turn on changes in the activity coefficients and the con centration. To explain the almost constant conductivity (without recourse to an ad hoc assumption of the appearance of new ionic species) we must therefore postulate: (a) almost constant values for both mobility and degree of dissociation at the higher concentrations; this would imply mobility and activity equations quite unlike those governing electrolytes of lower valence types at comparable ionic strengths; (6) ionic mobilities increasing with increasing ionic strength; this is even more unlikely; or (c) degrees of dissociation increasing with increasing concentration.
Evidence for postulate (c) has already been found for other electrolytes (Davies 1945) , and we think th at the behaviour of lanthanum ferricyanide is to be explained in the same way. The equations given in the paper quoted predict for lanthanum ferricyanide a minimum degree of dissociation a = 0*485 a t 0*01164. Values of a at other concentrations can be obtained from the equation w^)+logi =~3'739' where = -~ 0*207 j , and theVesults of such calculations are shown iri curve 2 of figure 3. The empirical extension of the Debye-Huckel limiting equation th a t is used in this treatm ent has been extensively tested for electrolytes of other valence types, and has been shown F igure 3. More concentrated solutions at 25° C. Curve 1, equivalent conductivity; curve 2, calculated degrees of dissociation; curve 3, sum of ionic conductances, calculated. (Davies 1938) to be in reasonably good agreement with the one set of activity data available for a ter-tervalent salt (LaMer, King & Mason 1927) . We think, therefore, th a t curve 2 gives a fairly reliable picture of the way in which a changes with con centration. Curve 3, which is derived from it by the relation ocAx -A, shows the sum of the ionic mobilities, plotted against the square root of the ionic concentration. The curve follows on smoothly from the Onsager limiting slope, and shows a curvature of the sign and order of magnitude to be expected.
